1. The equilibrium constant for oxidative decarboxylation of isocitrate by NADP+, catalysed by isocitrate dehydrogenase, was measured in solutions of various ionic strengths and at several temperatures. 2. Thermodynamic values for the reaction were obtained by extrapolation to zero ionic strength, and the heat of reaction was estimated. 3. The effect of Mg2+ ion concentration on the equilibrium was studied.
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The equilibrium constant for the oxidative decarboxylation of isocitrate by NADP+ was estimated by Ochoa (1948) as the mean of values obtained at room temperature with various bicarbonate concentrations. The value has been used to calculate standard free-energy data for the reaction (Burton & Wilson, 1953; Burton & Krebs, 1953; Burton, 1957) . In the present work, the effects of ionic strength, temperature and Mg §+ ion concentration on the equilibrium were studied to determine the equilibrium constant under defined conditions for kinetic experiments and under physiological conditions, and to obtain more precise estimates of standard thermodynamic quantities.
MATERIALS AND METHODS
Enzyme8. Isocitrate dehydrogenase [threo-Ds-isocitrate-NADP+ oxidoreductase (decarboxylating), EC 1.1.1.42] was prepared from ox heart mitochondria by (NH4)2SO4 fractionation, precipitation with nucleic acid, acetone fractionation and a second (NH4)2SO4 fractionation. The specific activity was 25,umoles of NADP+/min./mg. of protein in the assay described by Siebert, Dubuc, Warner & Plaut (1957) , which is about half that of the pig heart enzyme isolated by these workers, and twice that of the preparation described by Rose (1960 Dalziel & Dickinson, 1965 It was shown by enzymic analysis that the 2-oxoglutarate was free from isocitrate (< 0.05%) and that the isocitrate was free from 2-oxoglutarate (< 0-5%). The CO2 was introduced into the reaction mixtures by equilibration at atmospheric pressure either with the pure gas obtained from a Thermos flask containing solid CO2 or with C02+N2 (5:95) from a cylinder (British Oxygen Co.
Ltd.). The latter was kindly analysed by Dr N. K. Bhattacharyya in the Department of Physiology, Oxford, and the CO2 content was 5-24%.
Buffer and 8alt8. Salts were A.R. grade from British Drug Houses Ltd. (Poole, Dorset). Reaction mixtures were buffered at pH6-6-7-2 by the addition of the appropriate concentration of KHCO3, calculated from the dissolved CO2 concentration and pK' 6-4 for H2CO3. The ionic strength was varied by the addition ofKCI. It was confirmed that the equilibrium constant, expressed in terms of dissolved CO2J is independent of pH over this limited range at constant ionic strength. Greater variation of pH was prohibited by coenzyme instability and most measurements were made at pH 6-9-7-2.
Except in experiments on the effect of Mg2+ ion concentration, 0-133mm-MgSO4 was present in all reaction mixtures to supply the essential metal ion for the enzyme.
The ionic strengths of the reaction mixtures were calculated from the concentrations of KHCO3, KCI, MgSO4 and 2-oxoglutarate. The contributions of isocitrate, coenzymes and enzyme were neglected. Equilibrium mea8urements. Water and stock solutions of KHCO3 and KCI used to make up the reaction mixtures were first saturated with C02. Reaction mixtures, without enzyme and coenzyme, were made up in quartz cells (optical path 1 cm.), sealed with Parafilm, and brought to the required temperature in a water bath. C02 was passed first through water at the same temperature and then into the reaction mixture by means of a Teflon tube (1 mm. bore) that passed through a hole in the Parafilm to the bottom of the cell. After 15 min. the tube was withdrawn, coenzyme was added and the cell was sealed again. The extinction at 340m,u was measured in a Zeiss spectrophotometer (model PMQII) , equipped with a thermostatically controlled cell housing. Enzyme (10pl.) was then added to the 3ml. reaction mixture, the cell was returned to the water bath, and C02 was again passed until the extinction at 340m,u reached a constant value.
To minimize coenzyme breakdown, relatively large amounts ofenzyme (15-50,ug.) were used so that equilibrium was reached in 5min. at low ionic strengths, and in 15min. at high ionic strengths, which inhibit the enzyme.
No significant variation of the equilibrium constant with the enzyme concentration was observed. Once equilibrium was reached the extinction in the sealed cell remained constant even without gassing for several minutes if the surface ofthe solution was not disturbed. To avoid excessive pressure, the C02 was passed slowly into the cell, and the delivery tube fitted loosely in an oversize hole in the Parafilm seal. The hydrostatic pressure on the gas bubbles is negligible ( < 0-1%).
Calculation&. The equilibrium was approached from both sides, and the concentration of NADPH at equilibrium was calculated from the change of extinction at 340mu. To allow for the small contribution by 2-oxoglutarate to absorption at this wavelength, an extinction coefficient of 6-24 x 106cm.2/mole was used instead of the value of 6-22 x 106cm.2/mole for NADPH (Horecker & Kornberg, 1948) . The partial pressure of C02 was calculated from the barometric pressure and the saturated water-vapour pressure at the temperature of the experiment.
The equilibrium constant for the reaction:
NADP++isocitrate3-NADPH + 2-oxoglutarate2-+ C02 (gas) (1) was calculated from the equation:
where p is the partial pressure of C02 in mm. Hg. This equation can be applied for all ionic strengths, and extrapolation to zero ionic strength at 250 gives the thermodynamic equilibrium constant, Ka, for reaction (1). The variation of Kp with ionic strength will reflect the changing activity coefficients of dissolved ionic reactants onily, and can be interpreted by the Debye-Hiickel theory. The standard free-energy change for reaction (1) at 250 was calculated from the reaction isotherm: -AGO = 2-303RTlogKa = 1-364logK0 kcal./mole and refers to the usual standard states of unit activity of the ideal molar solution for dissolved reactants and 1 atm. pressure for the pure gas. The enthalpy change for reaction (1) was calculated from the effect of temperature on Kp with I 0 104 by using the van't Hoff isochore: d(logK)/d(1/T) = -AH/2-3R In relation to kinetic and metabolic studies, the equilibrium constant for the reaction:
at a given ionic strength and temperature may be more useful than that for reaction (1), and was calculated from
The dissolved C02 concentration was estimated from the partial pressure and the data of Harned & Davis (1943) for the solubility of C02 in water and in NaCl solutions over a wide range of temperature. It was assumed that the solubilities of C02 in reaction mixtures containing KHCO3 and KCI as the principle ionic species are the same as in NaCl solutions of the same ionic strength. This is not strictly true, but the error would be negligible over the range of ionic strength used, since the solubility of C02 in 0-5 M-NaCl is only 10% less than in water.
Variation of Kc with ionic strength will be partly due to variations of the activity coefficient of C02. Extrapolation to zero ionic strength will give the thermodynamic equilibrium constant from which the standard free-energy change for reaction (3) could be calculated. This will refer to a standard state of unit activity of the ideal molar solution of C02, as well as of other reactants. However, it is simpler and more accurate to calculate the standard free-energy change for reaction (3) from that for reaction (1) and that for: C02 (gas) = C02 (solution) (5) The solubility of C02 in pure water at 250 is 0-0344 molal at 760mm. (Harned & Davis, 1943) , from which AGO for reaction (5) is -1-3641og0-0344=2-OOkcal./mole (cf. Burton & Krebs, 1953) . Similarly, the enthalpy change for reaction (3) will be the sum of that for reaction (1) and the heat of solution of C02, which isAHO=-4-72 kcal./mole (Harned & Davis, 1943) .
RESULTS
The results of equilibrium measurements at 250 with I 0-104 and 0-133mM-magnesium sulphate are shown in Table 1 other ionic strengths are shown in Table 2 Fig. 3 . The values ofKp were corrected to a constant ionic strength of 0 104 by means of the data of Fig. 1 . There is evidently a considerable specific effect by high concentrations ofmagnesium sulphate on the equilibrium. For this reason the low concentration of 0O133nmM, at which the specific effect is negligible, was used in all the experiments described above. Ochoa (1948) obtained values for KC of 0O51-10O2m with different reactant concentrations and ionic strengths ranging from 0 02 to 0 12, at room temperature (21-23°). Large ratios of 2-oxoglutarate concentration to isocitrate concentration at equilibrium were needed to give accurately measurable ratios of oxidized to reduced coenzyme. The relatively small ionic-strength and temperature effects on KC demonstrated here show that lack of control of these factors cannot account for the variability of Ochoa's (1948) data. A large excess of 2-oxoglutarate over isocitrate could also be a source of considerable error if even small amounts of isocitrate or oxalosuccinate were present in the 2-oxoglutarate. Despite the variability, the mean value of 0 77M reported by Ochoa (1948) is in good agreement with that of 0O79M for I 0O05 and 220 estimated from the results of the present experiments, in which larger carbon dioxide concentrations and smaller 2-oxoglutarate concentrations were used, and no significant variation of KC with the reactant concentrations at constant ionic strength was observed.
DISCUSSION
Ochoa (1948) the apparent first ionization constant of carbonic acid. It has now been shown (Dalziel & Londesborough, 1968) that CO2 is indeed the true substrate of isocitrate dehydrogenase (and of the 'malic' enzyme and 6-phosphogluconate dehydrogenase), and therefore eqn. (3) correctly describes the equilibrium, which is independent of the H+ ion concentration. Strictly, Kc should be corrected for inclusion of H2CO3 in the dissolved CO2 concentration, but the correction is negligible since only 0 1 % of the total is hydrated.
The effect of ionic strength on the equilibrium is slight, compared with its effect on the glutamate dehydrogenase equilibrium, for example (Engel & Dalziel, 1967) . This is to be expected if the effects can be interpreted in terms of changes of the activity coefficients of the ionic reactants in accordance with the Debye-Huckel limiting law:
If the activity coefficients of the multivalent ions isocitrate3-, 2-oxoglutarate2-and NADPH4-are calculated from this relation, then from the experimental value of -0-26 for the slope of the plot of logKp against >/I (Fig. 1) , the activity coefficient of the zwitterion NADP+4-is given by:
-logy = 5-76VI corresponding to an 'effective charge' of -3.4. Although the application of the Debye-Huckel limiting law to large multivalent ions is of uncertain validity, this result may have value as an empirical description.
The thermodynamic equilibrium constant for reaction (1), obtained by extrapolation of Kp to zero ionic strength, is 30-9atm., from which AGO= -2-03kcal./mole. From this value and the standard free energy of solution of C02, 2-00kcal./ mole (Burton & Wilson, 1953) , AGO for reaction (3) is -0.03kcal./mole. Also, from AGO= 5.93kcal./ mole for the reduction of NADP+ (Engel & Dalziel, 1967) , the standard free-energy change for the oxidative decarboxylation of isocitrate:
Isocitrate3-+ H+ -* 2-oxoglutarate2-+ C02 (gas) (6) is -7-96kcal./mole. Burton & Wilson (1953) calculated a value for AGO of -12-69kcal./mole for this reaction from Ochoa's (1948) value for KC at I. 0-05, which was incorrectly reported as 0 77 x 104M (cf. Harary, Korey & Ochoa, 1953) . Related free-energy data derived by Burton & Krebs (1953) contain the same error. This was corrected by Burton (1957) , who calculated AG'= 2-32kcal./ mole, corresponding to AGO = 7-23kcal./mole, for reaction (6). A value of 5-44kcal./mole for the free energy of reduction of NADP+ (Burton & Wilson, 1953) was used in this calculation, which accounts for part of the discrepancy with the present value.
From AGO°= -7 96kcal./mole for reaction (6), and the standard free energy of reduction of NAD+, 5-22kcal./mole (Burton & Wilson, 1953) , AGO for the oxidative decarboxylation ofisocitrate by NAD+ is -2.74kcal./mole.
These and other free-energy data are summarized in Table 3 . AGO values refer to the usual standard The specific effect of increasing magnesium sulphate concentrations on the isocitrate dehydrogenase equilibrium (Fig. 3) can be explained by complex-formation with isocitrate and 2-oxoglutarate, and indicates that the Mg2+ ion has greater affinity for isocitrate than for 2-oxoglutarate. Unfortunately, the stability constants for these Mg2+ ion complexes do not appear to be recorded, but those for the Ca2+ and Sr2+ ion complexes of isocitrate are greater than those for 2-oxoglutarate (Sillen & Martell, 1964 for complexes of bivalent metal ions with these and related acids (Sillen & Martell, 1964) .
At 370 and with I 0 25, which approximates conditions in liver tissue (Hohorst, 1960; Williamson, Lund & Krebs, 1967) , the values obtained for Kp and KC are 48*9atm. and 1-17M respectively. The values were obtained in the presence of 0133mM-Mg2+ ion and would be smaller in the presence of larger concentrations of bivalent metal ion. Mg2+ ion is the predominant bivalent metal ion in the soft tissues, and its total concentration in most tissues is 10-20mM (Widdowson & Dickerson, 1964; Wacker & Vallee, 1964) . The concentration of free Mg2+ ions available for complex-formation with isocitrate and 2-oxoglutarate may be very small, however.
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